INTRODUCTION
Quantum theory, the theory that explains our world at the atomic and molecular levels, is one of humanity's greatest intellectual achievements. A few brilliant scientists, trying to explain experiments that could not be understood in terms of classical theory, launched a theory that initially defied but later defined our understanding of our universe. In this chapter, some of the key experiments leading to quantum theory are described. In Chapter 3, we apply the theory to the structure of the atom.
THE OBJECTIVES OF CHAPTER 2 ARE TO:
• describe how we learn about the nature of atoms and molecules by investigating their interaction with light; • explain color; • discuss the wave nature of matter; • introduce quantum theory and demonstrate how it accounts for the behavior of electrons; • use quantum numbers to describe the electronic structure of the atom; and • demonstrate how quantum theory successfully explains the arrangement of the elements in the periodic table.
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Figure 2.1 Two electromagnetic waves
Only the electric field is shown. The magnetic field oscillates perpendicular to the electric field. The red wave would be perceived as visible red light and the violet wave as visible violet light.
(a) Snapshot of the electric field over a 2800 nm range as the two waves pass through. (b) The variation of the electric field at one position during a 9.33 fs (9.33x10 -15 s) interval of time, the time required for light to move the 2800 nm used in (a).
THE NATURE OF LIGHT
Much of what we understand about atoms and molecules is based on the way they interact with light. To understand what those interactions tell us about matter, we must first understand something of the nature of light. Light is electromagnetic radiation, oscillating electric and magnetic fields that travel through space at a speed of 2.998x10 8 m . s -1 , the speed of light (c). Figure 2 .1a represents a 'snapshot' of the amplitude of the electric field in 2800 nm region of space at the moment that two different colors of light, red and violet, are passing through. Although the two waves pass through the region at the same speed, the speed of light, they differ in their wavelength (λ), which is the distance between two adjacent maxima or minima in their electric fields. The top wave in Figure  2 .1a has a wavelength of 700 nm (7x10 -7 m), while the bottom wave has a wavelength of 400 nm. Light with a wavelength near 700 nm would be perceived as red light by the human brain, while light with a wavelength close to 400 nm would be seen as violet. All visible light lies between these two wavelengths. White light is the sum of all of the colors that comprise visible light.
The two light waves can also be represented by showing the variation in their electric field at some point over a period of time (Figure 2 .1b). The red wave makes four oscillations during 9.33x10 -15 s, while the violet wave makes seven oscillations. The number of oscillations of the electric or magnetic field of a light wave during one second is called its frequency (ν, nu) . ν = 4 oscillations/9.33x10 -15 s = 4.29x10 14 s -1 for the red wave and 7.50x10 14 s -1 for the violet wave. Comparing Figures 2.1a and b, we note that the shorter the wavelength of a light wave, the higher is its frequency. The relationship between the speed, frequency, and wavelength of a light wave is given in Equation 2.1. We can see only a very small fraction of the entire electromagnetic spectrum. Other forms of electromagnetic radiation include radio wave, microwave, ultraviolet, x-ray and γ-ray. Figure 2 .2 shows the electromagnetic spectrum and defines each of these regions by its range of wavelengths. The region of the spectrum visible to the human eye is a very small portion of the spectrum and has been expanded in this figure to better display the wavelengths of the different colors.
QUANTIZATION
At the end of the 19th century, a number of experiments were reported that could not be understood in terms of the physics of the day, known now as classical physics. One flaw of classical physics was the assumption that the energy of tiny particles such as electrons, atoms, and molecules, varied continuously, just as for large objects. For example, a bowling ball's energy can be varied continuously by changing its speed to any desired value; i.e., there are no energy values that are not allowed. Some experiments performed at the turn of the century, however, showed that the energy of a system at the atomic or molecular level could not take on continuous values; i.e., energies at the atomic/molecular level are quantized or discrete.* In this section, we discuss some of these early experiments and introduce the concept of quantization.
* Recall that electrical charge is also quantized and that electrons and protons are the discrete bundles of charge.
THE PARTICLE NATURE OF LIGHT
All objects emit electromagnetic waves, and as their temperature increases, so too do the total intensity and the average frequency of the radiation. At sufficiently high temperatures, a significant portion of the radiation is in the visible region of the spectrum. For example, a burner in an electric oven emits infrared radiation on a low setting, but it becomes 'red hot' on a high setting as it emits both infrared and visible radiation. Similarly, the tungsten filament of a light bulb becomes 'white hot' because all of the colors in the visible region are being emitted. This emission of electromagnetic waves from a warm body is called blackbody radiation. Physicists of the late 1800's tried to model the energy emitted by a blackbody radiator by assuming that the energy of each wave depended only upon its amplitude (intensity), and that all light waves had the same amplitude and therefore the same energy. Although there were some restrictions on the waves, there were still an infinite number of waves allowed. Each wave had the same energy, so the model predicted that there should be an infinite amount of energy given off! kinetic energy of ejected electron n o (A) n o (B) frequency of light striking metal m e ta l A m e ta l B
Figure 2.3 The photoelectric effect
The kinetic energy of electrons ejected by two different metals is shown as a function of the frequency of the light striking them. The threshold frequency, ν o , is the lowest frequency at which electrons are ejected. The fact that the threshold frequency of metal B is greater than that of metal A means that the electrons are more tightly bound to metal B.
Another observation of the late 1800's that could not be understood with the classical picture of light was that when certain metals were irradiated with light, they ejected electrons with a kinetic energy (speed) that depended only upon the metal and the frequency of light. Increasing the intensity of the light increased the number of electrons ejected, but not their kinetic energy. For these metals, there is a minimum frequency below which no electrons are ejected, no matter how intense the light. This minimum frequency is called the threshold frequency of the metal, νo. A plot of the ejected electron's kinetic energy versus the frequency of the light striking the metal is a straight line with a slope equal to Planck's constant (Figure 2 .3).
In order to explain this phenomenon, a German physicist named Albert Einstein used Planck's hypothesis. He assumed that each electron that was ejected had interacted with a single quantum, which had an energy E = hν. He proposed that the electron is bound to the metal by an energy, W, and the threshold frequency for electron ejection is that frequency for which hν o = W. When the frequency of the light is greater than the threshold frequency, the energy of the quantum is greater than W, and the excess energy is converted into the kinetic energy of the ejected electron: KE electron = hν -W = hν -hν o .
Einstein reasoned that light consisted of a stream of tiny packets or quanta, which were later named photons. The energy of each photon is hν. The intensity of a light wave reflects the number of photons that it contains. A beam that contains n photons has a total energy of nhν, but when light interacts with matter, it does so one photon at a time. Thus, it is the energy of each photon that dictates the energy of the process that can be initiated by the light, while the intensity of the light dictates the number of events that can occur in a given time, that is, the rate at which the process takes place.
Planck and Einstein had shown that light consisted of particles of energy called photons, but classical experiments showed that light was also a wave. This property of behaving as both a particle and a wave is called wave-particle duality.
Example 2.1 A He-Ne laser produces light with a wavelength of 633 nm. What are the frequency (ν) and the energy (E) of a photon of this light?
Light can be characterized as both a wave and a photon. Its wave properties dictate that c = λν, which can be solved for ν The energy of each photon is proportional to its frequency: E = hν = (6.626 x 10 -34 J·s)(4.74 x 10 14 s -1 ) = 3.14 x 10 -19 J What would be the energy of a mole of these red photons?
The energy of a mole of photons is the energy of one red photon times Avogadro's number, E = NAhν (3.14 x 10 -19 J/photon)(6.02 x 10 23 photons/mol) = 1.89 x 10 5 J/mol = 189 kJ/mol
ATOMIC SPECTRA
When you take a picture of an object with a camera, you simply capture on film the reflection of light from the object, but what do you do when the object is too small to be seen? That was the problem faced by scientists trying to 'picture' atoms and molecules. The solution turned out to be not so different from using a camera. With the work of Planck and Einstein, a new understanding of light had been achieved, and application of this understanding to the interaction of light with matter led to the present picture of the atom. The manner in which matter interacts with light depends upon the frequency of the light. For example, a 'snapshot' taken with visible light yields different information from one taken with infrared radiation. Taken together, 'snapshots' from a variety of electromagnetic waves provided new understanding of atoms and molecules. This is similar to a doctor using visible light (physical exam), x-rays, and radio waves (magnetic resonance imaging or MRI). Each of the three spectral regions gives the doctor different information, each of which must be analyzed to get the best picture possible. The 'picture' that scientists obtain is called the spectrum of the atom or molecule: a plot of how much light is absorbed or emitted versus the wavelength or frequency of the light. Scientists analyze the spectrum of a substance to determine its composition or to better understand its properties. For example, scientists have long used atomic spectra to determine the composition of a mixture and to identify the presence of elements in distant stars. The study of atomic and molecular spectra is called spectroscopy.
Let us begin our discussion of atomic spectra with the observation that high-energy electrons in a gas discharge tube can cause certain gases contained in the tube to glow with characteristic colors. For example, neon, a colorless gas in the absence of the high-energy electrons, glows bright red when a voltage is applied across a discharge tube containing neon (i.e., a neon light). Recall that white light consists of all colors, so it produces a continuous spectrum, similar to the one shown at the top of Figure 2 .4, as the colors merge continuously into one another. However, the light observed from the gas in a discharge tube consists of only a few colors, which are separated from one another, to produce a line spectrum. Each line of a line spectrum represents one of the component colors of the observed glow. 
A continuous and a line spectrum
The spectrum at the top is a continuous spectrum that would be obtained with white light, while the line spectrum below it would be obtained from a hydrogen discharge tube. Figure 2 .4 represents the experiment in which the visible line spectrum from a hydrogen discharge tube could be obtained. A narrow beam of light from the discharge tube is passed through a prism, where the different wavelengths of light present in the beam are separated. The line spectrum of hydrogen consists of many different lines, but only four are observed in the visible region. These four beams strike the photographic plate at different positions that depend upon their wavelengths (color). The plate is exposed at these positions, and the wavelength of each beam can be determined very precisely from the position of the exposure (line). If white light were used instead of the hydrogen discharge, the entire photographic plate would be exposed because all wavelengths would strike the plate.
The visible line spectrum of hydrogen gas was first observed in 1885. Similar line spectra for hydrogen have been observed in the ultraviolet and the infrared, resulting in over 40 spectral lines for the hydrogen atom. Some atoms can have hundreds of such lines.
Johannes Rydberg discovered a single mathematical expression that allowed scientists to calculate the frequency of every line in the hydrogen spectrum. 
Example 2.2
What are the wavelength and the frequency of the nhi = 3 → nlo = 2 emission transition in hydrogen?
We use the values nlo = 2 and nhi = 3 in the Rydberg Equation (Eq 2.3a) to obtain the emitted wavelength. According to Rydberg, the frequency of each emitted photon obeyed a relatively simple mathematical expression; it is proportional to the difference of the reciprocals of two squared integers! Scientists had another simple relationship, and understanding its origin would unlock yet another of nature's secrets. It was time for a new model of the atom, one that would explain 40 different lines in the hydrogen spectrum and account for the relatively simple relationship of their frequencies. Rutherford's model of electrons orbiting the nucleus like planets around the sun would serve as the starting point for the new model, but the new model had to incorporate the ideas of quantization.
BOHR MODEL
In the Rutherford model, electrons moved in circular orbits, but particles tend to move in straight lines not circles, so circular orbits require a force, called the centripetal force,* to pull the orbiting particle toward the center. Earth is kept in its orbit by the gravitational attraction of the sun, and the electron is kept in its orbit by the Coulombic attraction of the nucleus. However, there was one major flaw with these orbiting electrons: the orbit would be unstable because a charged particle moving in this way would radiate energy, which would cause it to spiral into the nucleus. Clearly that was not the case in the hydrogen atom! Niels Bohr, a Danish physicist, postulated the reason for the stability of the atom: the electron remains in its orbit because its angular momentum † is quantized. He proposed that the angular momentum was proportional to an integer, called the principal quantum number, n (n = 1,2,3,4, …∞). By forbidding n = 0, he assured that the electron always had some angular momentum, which stabilized the orbit and kept the electron moving in its circular path! Using Coulomb's law to evaluate the electron-nuclear attraction and the quantized angular momentum to determine the centripetal force, he determined the stable radii of rotation to be * As you rotate an object that is attached to a rope about you, you must pull on the rope with a force equal to the centripetal force. If you release the rope, there is no more centripetal force, and the object flies away in a straight line. † Angular momentum (L) is a property of a rotating object. For a circular orbit, it is the product of the mass, velocity, and the orbital radius of the particle (L = mvr). Bohr quantized the angular momentum in bundles of h/2π; i.e., L = nh/2π. h is Planck's constant. § pm is the picometer. 1 pm = 1x10 -12 m 
Figure 2.5 Four electron orbits in the Bohr model
The red dot in the center represents the nucleus. The blue dot represents an electron in the 4 th orbit, which is 4 2 = 16 times farther from the nucleus than in the n = 1 orbit. The arrow labeled F c = F e shows the direction of the centripetal force (F c ) caused by the electromagnetic force (F e ), which maintains the circular motion.
The n 2 dependence of the radius is shown in Figure 2 .5. The constant was calculated from known physical constants, such as Planck's constant, and the mass and charge of the electron and the proton. Z is the atomic number (number of positive charges in the nucleus). For a hydrogen atom, n = 1 and Z = 1, so the distance between the electron and the proton was determined to be r 1 = 52.92 pm, which is called the Bohr radius.
The total energy of the electron (E) is the sum of its kinetic energy (KE) and its potential energy (U); i.e., E = KE + U. The potential energy of the electron arises from its Coulombic energy of interaction with the nucleus, and its kinetic energy from its circular motion about the nucleus. However, the fact that the centripetal force resulted from the Coulombic force required that the kinetic energy be one-half of the Coulombic energy but opposite in sign; i.e., KE = -1 / 2 U. The total energy is then E = KE + U = -1 / 2 U + U = 1 / 2 U. The Coulombic energy of interaction between the nucleus and the electron is given by Equation 1.4, so the total energy of an electron in the n th orbit is e N n n n k1
The basic unit of charge is q = 1.602x10 -19 C, so the charge on an electron is q e = -q and the charge on a nucleus with Z protons is q N = +Zq. ε = 1 in a vacuum, and r is the radius of the n th orbit as given in Equation 2.4. Substitution of these known quantities into the preceding energy expression yields the total energy of an electron in the n th orbit in terms of the n quantum number.
The constant determined by Bohr, 2.180x10 -18 J, was the same as the experimental value determined by Rydberg in Equation 2.3a, which was strong support for the Bohr model. Thus, the energy of the electron in the n th orbit is also expressed as The length of each line is proportional to the energy (photon frequency) of the transition. Reversing the direction of the arrows would result in absorptions rather than emissions. Note that it is the value of n lo that dictates the series.
Equations 2.5 show that the energy of an electron in an atom is quantized; i.e., it can have only discrete values that are dictated by the value of the n quantum number. The allowed energies are called energy levels, and Figure 2.6 shows an energy level diagram for the hydrogen atom as determined with Equation 2.5. Each horizontal line represents an allowed energy level. Note how the energy levels get closer with increasing n.
Example 2.3
What are the orbital radius and energy of an electron in the n = 1 level of a Li 2+ ion?
Li 2+ has one electron, so we use Equations 2.4 and 2.5 and the fact that Z = 3 for Li.
-11 -11 1 n 1 r = 5.292 10 = 5.292 10 = 1.764 10 meters = 17.64 pm Z 3 2 2 -18 -18 -17 1 2 2 Z 3 E = -2.180 10 = -2.180 10 = -1.962 10 J n 1
Note how the increased nuclear charge draws the electron closer to the nucleus and lowers its energy. We will use this trend in the next chapter to describe atomic properties.
Atomic spectra can be understood in terms of the electron moving from one energy level into another, which is referred to as an electronic transition. If n hi is the higher quantum number and n lo is the lower quantum number, then the energy difference between † Electron-electron interactions have been ignored in this section, so Equations 2.5 and 2.6 apply only to one-electron systems such as the H atom and any ion formed by removing all but one electron from the atom, He 1+ , Li 2+ , and Be 3+ are some examples of oneelectron systems. • a photon must be absorbed if the energy of the electron increases (nlo is the initial level) • a photon must be emitted if the energy of the electron decreases (nhi is the initial level)
The electronic transitions resulting in some of the 40 lines in the emission spectrum* of a hydrogen atom are represented with the vertical arrows in Figure 2 .6. The lowest energy line in the visible series occurs for n lo = 2 and n hi = 3, which is designated as the n = 3 to n = 2 transition (3 → 2). The violet line in the H atom spectrum is the highest energy line in the visible region; it results from the 6 → 2 transition. Note that the lines would correspond to absorptions if the arrows were pointed in the opposite direction. For example, the 2 → 3 transition is an absorption because the initial level is n lo .
* It is an emission spectrum because nhi is the initial level in each case. The electron must therefore give up energy during the transition. The released energy is in the form of an emitted photon.
In a gas discharge tube, a high energy electron collides with an atom and transfers some of its energy to an electron in the atom, exciting the electron into a higher energy level (energy is absorbed). However, electrons always seek the lowest energy level, so the excited electron soon returns to a lower energy level. When it does so, it must give up all or some of the energy that it absorbed initially. Many of the electrons that are excited in this manner give up their energy by emitting photons. Only a fraction of the emitted photons fall in the visible region of the spectrum, but they are the ones that produce the glow in the tube.
Light is a form of energy that results from changes that occur during atomic and molecular processes, and its frequency depends upon the type of process. For example, molecules absorb microwave radiation when they rotate, and they absorb infrared radiation when their atoms vibrate back and forth against their bonds. Visible light originates in electronic transitions; all color is the result of these transitions. A red shirt appears red because it reflects the red portion of white light and absorbs the green portion. The fabric of the shirt contains dye molecules that have electrons that absorb green light when they undergo electronic transitions between energy levels. The levels, however, are not separated by an energy equal to the energy of red photons, so the red photons are reflected and not absorbed. Our eyes perceive the reflected red photons but not the green ones that are absorbed by the shirt.
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QUANTUM THEORY
The Bohr model explained the main features of the atomic spectrum of hydrogen, but it could not explain the spectrum of hydrogen in a magnetic field, nor could it account for the spectra of atoms with more than one electron. Moreover, scientists did not yet understand the basis of quantization. Why were the electron energies quantized? There had to be a reason! An answer was suggested in 1923 by a French physics graduate student, Louis deBroglie, who reasoned that, if light could behave as both a wave and a particle, so might an electron. deBroglie recognized the analogy between quantized energy levels and vibrating strings, a system that was both macroscopic and quantized. Figure 2 .7 shows a taut string of length L that is tied at both ends. When the string is plucked, standing waves with wavelengths (λ) that obey the relationship L = n(λ/2) can be produced. The wavelength of each wave is λ = 2L/n, so the integer n must be positive and nonzero, which is the same restriction placed on the n quantum number in the Bohr model. The various values of the integer n define the harmonics. The points where the waves have zero amplitude (indicated by dotted arrows in Figure 2 .7) are called nodes. Each wave has (n -1) nodes, not counting the two ends where the string is attached. The motion of the vibrating string was well understood by classical physicists and could be described very precisely by an equation, known as the wave equation for a vibrating string, that also employs an integer n.
deBroglie concluded that the explanation for the quantization proposed by Bohr resulted from the fact that the electron, which is a particle, also has wave properties. His hypothesis was later confirmed by experiment. Like light, the electron had to be treated as both a particle and a wave! This was a perplexing concept. Is the electron a wave or is it a particle? The answer depends upon the experiment: In some experiments, the electron behaves like a wave; in other experiments, it behaves like a particle. Although we will usually refer to the electron as a small, negatively charged particle, it has some properties that are definitely wavelike. Thus, the wave-particle duality applies to the electron just as it does to light.
Both the position and the velocity of macroscopic objects, such as the earth, can be known very precisely. If both are known, then the exact position of the object at any given time in the future can be predicted -we know exactly where the earth will be at any given time and where it was at anytime in the past. However, an important principle (the uncertainty principle) in quantum theory states that the precise position and velocity of an electron cannot be known because the more precisely you know one, the less precisely you know the other. Consequently, future positions and velocities cannot be predicted because, if you know where the electron is, you cannot know how it is moving. Although the Bohr model was a giant step forward in our understanding of atomic structure, the notion of electrons moving in predictable orbits the way planets do was wrong. Instead, we deal in terms of probability; we cannot know exactly where the electron is, but we can predict the probability that it will be found in some region of space. Sometimes we can say where an electron cannot be, but we can never say precisely where it will be.
QUANTUM NUMBERS
In 1926, Erwin Schrödinger applied the wave equation of a vibrating string to the electron. The result has come to be known as the Schrödinger wave equation, or simply the wave equation. Solving the wave equation produces mathematical functions, called wave functions, which contain all of the information pertinent to the electron in an atom. In modern quantum theory, an electron is treated mathematically like a vibrating string, and its full description requires four quantum numbers:
1. n, the principal quantum number, 2. l, the angular momentum quantum number, 3. m l , the magnetic quantum number, and 4. ms, the spin quantum number.
With these four quantum numbers and their relationships to one another, a convincing picture of the electronic structure of the atom can be drawn, one that explains both atomic spectra and chemical periodicity. n, the principal quantum number: n is restricted to being an integer that is greater than zero [n = 1, 2, 3,…]. It designates the level or shell in which the electron can be found and is the primary (not the sole) indicator of the electron's energy. It also dictates the electron's average and most probable distances from the nucleus. Electrons in the n = 1 level are, on the average, the closest to the nucleus and have the strongest interaction with the nucleus. Thus, they have the lowest (most negative) energy. for a d sublevel; and l =3 for an f sublevel. For values of l greater than three, the letters g, h, i, etc., are used. The sublevels are summarized in Table 2 .1. Together, n and l define the sublevel or subshell. A sublevel is specified by its n quantum number and the letter equivalent of its l quantum number as given in Table 2 .1. Thus, the sublevel in which n = 2 and l = 1 is designated as the 2p sublevel, while the 4f sublevel is the one in which n = 4 and l = 3. The energy of a sublevel increases with increasing (n + l) with l being of secondary importance as discussed in Example 2.4. Recall from the Bohr model that the energy of an electron in a hydrogen atom depends only on the n quantum number (Equation 2.5). However, this is only true for systems with a single electron. Interaction between electrons introduces the l dependence.
Example 2.4 a) Which sublevel is higher in energy, a 4s or a 3d?
n = 4 and l = 0 for the 4s sublevel, so n + l = 4 + 0 = 4. n = 3 and l = 2 for the 3d sublevel, so n + l = 3 + 2 = 5. Because n + l is greater for the 3d, it is higher in energy. b) Which sublevel is higher in energy, a 4p or a 3d? n = 4 and l = 1 for the 4p sublevel, so n + l = 4 + 1 = 5.
From the first example, n + l = 5 for a 3d sublevel. Thus, the 4p and 3d sublevels have the same value of n + l. However, l is secondary to n in determining the energy, so the sublevel with the higher value of n has the greater energy, and we conclude that the 4p sublevel is higher in energy than the 3d sublevel. m l is the magnetic quantum number. Each sublevel has one or more orbitals that are completely defined by n, l and m l . The n quantum number dictates the size of the orbital while the l and m l quantum numbers dictate its shape and orientation in space. The m l quantum number can take all integer values (including zero) from -l, to +l, i.e., -l ≤ m l ≤ +l. There are 2l + 1 orbitals in an l sublevel (l positive values plus l negative values plus one for l = 0).
Electrons reside in orbitals that are characterized by a unique set of three quantum numbers (n, l and m l ). The restrictions on the quantum numbers dictate the number of orbitals in a sublevel and the number of sublevels in a level. Consider the case of the n = 3 level shown in Figure 2 .8, where each line represents one orbital. Because n = 3, there are three sublevels: l = 0, 1, and 2, which correspond to the 3s, 3p and 3d sublevels, respectively. In an l = 0 sublevel, there can be only one value of m l and, therefore, only one orbital (m l = 0). This is the 3s orbital. In an l = 1 sublevel, there are three allowed Copyright © by North Carolina State University values of m l (-1, 0, +1) and, consequently, three orbitals. These three orbitals are the 3p orbitals. In the l = 2 sublevel, m l = -2, -1, 0, +1, and +2 for the five orbitals in the 3d sublevel. Thus, in the n = 3 level, there are three sublevels and nine orbitals.
The wave equation developed by Schrödinger required only the n, l and m l quantum numbers, but many details of the emission spectra of the atoms could not be explained using only this set of quantum numbers. In addition, silver atoms that are passed through a magnetic field divided into two beams. All of these problems could be explained only if the electron had magnetic properties, which required a new quantum number, the electron spin. Electron spin is a quantum mechanical effect that is as much a property of the electron as is its charge. However, a simple macroscopic analogy is often used to describe this quantum mechanical effect. In the analogy (Figure 2 .9), electron spin results from the rotation of the electron about its axis (analogous to the 24 hour rotation of the earth about its axis). The rate of rotation is the same for all electrons, but there are two different directions of rotation, which are distinguished by the spin quantum number, m s . m s , the spin quantum number, has are only two possible values: m s = + 1 / 2 and m s = -1 / 2 . All magnetic properties are attributed to electron spin, so it is often represented as the spin of the electron about its own axis in a clockwise (m s = + 1 / 2 ) or counterclockwise (m s = -1 / 2 ) direction because a magnetic field is produced by a charge moving in a circular path. Thus, the 'spinning charge' can be thought to generate a magnetic field as indicated by the arrows in Figure 2 l cannot equal n, so n must be increased or l decreased. Decreasing l is not acceptable because m l cannot be greater than l. n must be increased to 4 or above.
c) 8 0 -1 ½ m l must lie between +l and -l, so either l must be increased to 1 or above, or ml must be reduced to 0. Solutions of the wave equations for the electrons in atoms result in mathematical functions that can be plotted and whose sign depends upon where in space the function is evaluated. Plots of the functions describe the regions in space in which the electrons are most likely to be found. These regions of space are called 'orbitals', and orbitals lie at the heart of chemistry. It is the interactions of orbitals and the electrons in them that lead to chemical bonding. Indeed, our discussion of bonding in Chapters 5 and 6 will rely on a good understanding of both the shape and sign of atomic orbitals. l and m l dictate the shape and orientation of the orbital, respectively. The shapes represent regions of space around the nucleus in which the electron can be found some large fraction of the time (typically 90 -95%). These electron clouds or regions of electron density are useful when considering interactions between atoms. The sign of the function in a given region is designated by its shading. In this text, we use blue shading in regions where the sign is positive and red shading in regions where it is negative. which means that the electron has equal probability of being found in any direction and that its charge is distributed equally in all directions. As shown in Figure 2 .10, l dictates the spherical shape of the orbital, but n dictates its size. There are no nodal planes, so the function has the same sign everywhere as indicated by the blue shading in Figure 2 .10. p orbitals (l = 1) l = 1, so there are three values of m l (-1, 0, +1) and three orbitals in a p sublevel -the p x , p y and p z orbitals. The shape of a p orbital is best represented by Figure 2 .11a, but it is more common to represent it as a "figure 8" as shown in Figure 2 .11b. The electron density in each orbital is distributed in two lobes, which are of opposite sign. Where the sign changes, the value of the function is zero, which means that there is no electron density in the plane that lies between the two lobes. This plane of zero electron density is called a nodal plane.
The number of nodal planes in an orbital is equal to the l quantum number: s orbitals have no nodal planes (l = 0), p orbitals have one (l = 1), d orbitals have two (l = 2), etc. There are five possible values of m l in an l = 2 sublevel (-2, -1, 0, +1, +2), so there are five d orbitals. Figure 2 .12 shows a representation of these orbitals. The d z 2 (or simply z 2 ) orbital is directed along the z-axis, but there is a donut shaped region of electron density in the xy plane. The d x 2 -y 2 ( or x 2 -y 2 ) orbital is directed along both the x-and the y-axes in both the positive and negative directions. Neither the orbital quantum number (m l ) nor the spin quantum number (m s ) can be determined unambiguously for a particular electron in an atom. However, the sublevel in which the electron resides can be determined because the energy of an electron can be determined. For example, we can determine that an electron is a p electron, but we cannot distinguish between p x , p y and p z . Consequently, the electronic structure of an atom is normally given as a list of its occupied sublevels and the number of electrons in each of those sublevels. This list is called the atom's electron configuration. The notation used for a sublevel is nl # , where n is the n quantum number, l is the letter of the sublevel (s, p, d, ...), and # is the number of electrons in the sublevel. For example, 1s 2 2s 2 2p 1 implies that there are two electrons in the 1s (n =1; l = 0) sublevel, two electrons in the 2s (n = 2, l = 0) sublevel, and one electron in the 2p (n = 2; l = 1) sublevel. The orbitals of an atom are filled in such a way as to satisfy the following three rules:
1. The electrons in atoms and molecules strive toward the lowest energy electron configuration known as the ground state. Electron configurations that do not yield the lowest energy represent excited states. Atoms and molecules have many excited states but only one ground state.
The Pauli Exclusion
Principle states that no two electrons in an atom can have the same set of four quantum numbers. Two electrons in the same orbital have the same values of n, l and m l , so they must have opposite spins (Figure 2.13) . Thus, an orbital can accommodate no more than two electrons, one with m s = + 1 / 2 and one with m s = -1 / 2 . An orbital with two electrons is filled while one with a single electron is a half-filled orbital. When two electrons occupy the same orbital, they are said to be paired; that is, their spins are opposed and their magnetic fields cancel.
3. Hund's rule states that the electrons in a sublevel that is less than half-filled must occupy different orbitals within the sublevel and have the same spin (Figure 2.14) . This is because electrons with the same spin tend to stay away from one another, which minimizes the electrostatic repulsion between them.Paired electrons, on the other hand, spend more time close to one another, which increases their electrostatic interaction.Consequently, the energy of two electrons in a sublevel is lower if the electrons have the same spin.
The atomic orbitals, in order of increasing energy (n + l), are shown in Figure 2 .15. The electron configuration of the ground state of an atom is obtained by placing its electrons into the lowest energy orbitals in a manner consistent with the Pauli exclusion principle and Hund's rule.
The two electrons of He are in the 1s sublevel, so He has a 1s 2 configuration. Neon's The atoms to the right of each sublevel are the atoms whose highest energy electrons reside in that sublevel. Atoms between dotted lines are in the same period.
A B C
Figure 2.14 Hund's rule
A is the lowest energy configuration because it obeys Hund's rule. The energies of B and C are greater than that of A because the three spins are not the same in B and C.
ten electrons have a 1s 2 2s 2 2p 6 configuration, which is sometimes abbreviated as [Ne], while the 1s 2 2s 2 2p 6 3s 2 3p 6 configuration of Ar is abbreviated as [Ar] . The symbol of the preceding noble gas in a square bracket is often used to abbreviate electron configurations. K has 19 electrons, so its configuration is 1s 2 2s 2 2p 6 3s 2 3p 6 4s 1 , but it is often written [Ar]4s 1 . Similarly, the configuration of the 34 electrons of selenium is [Ar]4s 2 3d 10 4p 4 . To the right of each sublevel in Figure 2 .15 is a list of those elements whose highest energy electrons are in that sublevel. Thus, the elements aluminum (Z = 13) through argon (Z = 18) are filling the 3p sublevel while scandium (Z = 21) through zinc (Z = 30) are filling the 3d sublevel. The periodic table contains four The number at the top of each group is the number of electrons in the highest energy sublevel for that group. Thus, the '6' above Fe indicates that Fe has six 3d electrons (3d 6 ).
QUANTUM THEORY AND THE PERIODIC TABLE
•
The column specifies the l quantum number of the sublevel of the highest energy electrons in an atom. The highest energy electrons in elements in the first two columns are in s sublevels, those in the last six are in p sublevels, those in the 10 columns in the middle (transition elements) are in d sublevels, and those in the 14 columns at the bottom are in f sublevels.
The period (row) number equals the principle quantum number of the outermost shell (n). The principle quantum number s and p sublevels equals n, but it is n-1 for the d sublevels and n-2 for the f sublevels.
Thus, the first two columns (Groups 1A and 2A) are called the s block, last 6 columns on the right (Groups 3A through 8A) comprise the p block, the 10 columns in the middle (the B groups or transition metals) form the d block, and the 14 columns at the bottom make up the f block. The position of the element in a block equals the number of electrons that element has in that sublevel. Example 2.6 shows how to determine the electron configuration of an atom from its position in the periodic table.
Example 2.6
Use the periodic table to determine the electron configurations of Ti and Bi.
Ti is the second element in the d block of the 4th row. For the d block, n = row -1 = 4 -1 = 3, so it has two electrons in the 3d sublevel. The previous noble gas is Ar, and only the 4s block (K and Ca) lies between Ar and the 3d sublevel. Thus, Ti is [Ar] 4s 2 3d 2 .
Bi is the third element of the p block of the 6 th period, so the outermost sublevel is 6p 3 .
The preceding noble gas is Xe. The 6s (Ca-Ba), 4f* (Ce-Lu), and 5d (La-Hg) blocks lie between Xe and Bi, so Bi is [Xe] 6s 2 4f 14 5d 10 6p 3 . Note that the number of electrons in the configuration is 54 (Xe) + 2 + 14 + 10 + 3 = 83, which is the correct number of electrons.
The method outlined above is based solely on the energies of the sublevels, but in multi-electron atoms, there is the added complexity of electron-electron repulsion. Energy is required to pair electrons and this pairing energy can influence orbital occupancies if the energy spacing between the sublevels is small. The separation between s and p sublevels is quite large, so main group elements always adopt the predicted configuration, but elements in the d and f blocks frequently deviate from the predicted configurations. However, those in the first d block are well behaved except for two elements.
•
Chromium is predicted to have a [Ar]4s 2 3d 4 configuration, but one of its 4s electrons is moved into the d sublevel resulting in a [Ar] 4s 1 3d 5 configuration. This removes all pairing and achieves two stable half-filled sublevels.
Copper is predicted to be [Ar] 4s 2 3d 9 , but it moves one electron from the 4s into the 3d to attain a [Ar]4s 1 3d 10 configuration, which produces one half-filled and one completely filled sublevel.
Almost 50 years elapsed before scientists understood Mendeleev's pioneering arrangement of the elements, in an order that closely approximated that of their atomic weights, and the basis of the periodicity of the chemical and physical properties of the elements. His wonderful organization of the elements turned out to be a direct consequence of the wave nature of the electron!
CHAPTER SUMMARY AND OBJECTIVES
The current model of the atom is one in which particles behave like waves and waves like particles. The electrons in an atom are treated like vibrating strings and can have only certain discrete energies. Four quantum numbers with well-defined restrictions are required to characterize each electron in an atom:
• n, the principal quantum number, designates the level or shell of the electron. It must be an integer that is greater than zero. • l, the angular momentum quantum number, designates the electron's sublevel or subshell. It must be an integer such that 0 ≤ l < n. • m l , the magnetic quantum number, designates the shape and orientation of the orbital. It must be an integer such that -l ≤ m l ≤ +l. • ms, the spin quantum number, indicates the direction of the magnetic field generated by the spinning electron. It has two values: ms = + ½ or ms = -½.
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The electron configuration of an atom indicates the electron population of the filled sublevels. It is determined by three rules:
• Electrons seek the lowest energy orbital.
•
No two electrons can have the same set of quantum numbers (Pauli exclusion principle).
Electrons in sublevels that are half-filled or less than half-filled remain unpaired and have the same spin (Hund's rule).
As a result of all of the above restrictions, the electron configurations of the atoms show the same periodicity as the periodic table. For the main group elements, the highest energy electron is in an s sublevel (Groups 1A and 2A) or a p sublevel (Groups 3A -8A). The row or period of the main group element corresponds to the n quantum number of its highest energy electron. The highest energy orbitals for the transition elements lie in a d sublevel, with an n quantum number equal to its period minus one. After studying the material presented in this chapter, you should be able to: 6.42 x 10 15 1.86 x 10 -18 108 6. The threshold frequency for the ejection of an electron from iron is 1.1x10 15 s -1 . Indicate whether each of the following photons has enough energy to eject an electron from iron. a) λ = 1 mm b) λ = 1 nm c) blue light d) an x-ray 7. Use the Bohr model to determine the radii of the n = 2 and n = 4 orbits of a He 1+ ion. 8. Use the Bohr model to determine the radii of the n = 2 and n = 4 orbits of a Be 3+ ion.
9.
Determine the energies of the n = 2 and n = 3 levels of a He 1+ ion. What region of the spectrum (i.e., infrared, visible, ultraviolet, etc.) would the n = 3 → 2 transition in He 1+ ion occur? Is this transition an absorption or an emission?
10. Determine the energies of the n = 6 and n = 8 levels of a Be 3+ ion. What region of the spectrum (i.e., infrared, visible, ultraviolet, etc.) would the line n = 6 → 8 transition occur? Is the transition an absorption or an emission?
11.
A 20 cm string, which is fastened at both sides, is plucked. What is the wavelength of the n = 5 standing wave? How many nodes does it contain? Draw the wave.
12.
Consider the transitions shown in the following energy level diagram: What is the maximum number of electrons that can be accommodated in an n = 7 level?
16. Indicate whether each of the following transitions would be an emission or an absorption. The notation '4p → 6s' means the transition from a 4p orbital to a 6s orbital.
17. Sketch the p orbitals. Be sure to label the axes.
18. Sketch the d orbitals. Be sure to label the axes.
19. How many orbitals are in an h sublevel? What is the lowest n quantum number for a level with an h sublevel? How many electrons could occupy this level? 20. Write short hand notations for each of the following orbital occupancies.
Arrows are used to represent the electron spin quantum number; that is, ↑ represents m s = + 1 / 2 , and ↓ represents m s = -1/2. 22. Give the n and l quantum numbers for the highest energy electrons in each of the following atoms: a) strontium b) indium c) zinc d) fluorine 23. Give the n and l quantum numbers for the highest energy electrons in each of the following atoms: a) ruthenium b) antimony c) barium d) silicon 24. Write electron configurations for the following: a) phosphorus b) cobalt c) lead d) strontium 25. Write electron configurations for the following: a) manganese b) thallium c) sulfur d) bromine 26. If an electron is brought closer to the nucleus, the force of attraction between the electron and the nucleus _______ and the potential energy of the electron ______. Fill in each blank with increases or decreases.
27. How many of the following are populated by at least one electron in an atom of cobalt? a) levels b) sublevels c) orbitals
28. How many unpaired electrons are present in each of the following? a) phosphorus b) cobalt c) lead d) strontium 29. How many unpaired electrons are present in each of the following? a) manganese b) thallium c) sulfur d) bromine 30. How many p electrons does an atom of Te (Z = 52) have? How many of the p electrons are in the outermost shell? 31. Indicate whether each of the following orbital occupancies is a ground state, an excited state or not allowed. If it is a ground state occupancy, identify the atom. If it is not the ground state, explain why. Assume the 1s and 2s sublevels are full. 32. Indicate whether each of the following orbital occupancies is a ground state, an excited state, or not allowed. If it is a ground state occupancy, identify the atom. If it is not the ground state, explain why. Assume the 1s and 2s sublevels are full. Identify the atom that a) contains five electrons in the n = 3 level b) has nine electrons in the n = 3 level?
36. Indicate which transition in a hydrogen atom would emit the photon of greater frequency. a) n = 3 → 2 or n = 6 → 3 b) n = 8 → 4 or n = 8 → 6
37. Indicate which transition in a hydrogen atom would emit the photon of longer wavelength. a) n = 4 → 3 or n = 6 → 3 b) n = 2 → 1 or n = 12 → 2 38. Is the energy difference between the outermost s and p orbitals greater for carbon or for silicon? Explain. [Kr]5s 2 4d 10 5p 2 49. A hydrogen atom in its ground state absorbs a photon of frequency ν = 3.084x10 15 s -1 . To what level is the electron promoted? 50. A hydrogen atom in an excited state emits a photon of frequency ν = 2.924x10 15 s -1 . If the electron returns to the ground state, in which level was it before the photon was emitted? 51. How many orbitals have each of the following designations? a) 3p b) n = 7 and l =3 c) n = 3 d) n = 2, l = 1 and m l = 1
